It is shown that coordination chemical and extrathennodynamic models may be successfully applied to the qualitative and also quantitative description of fundamental chemical equilibria and reaction rates in non-aqueous solvents. Applications include: fonnation of charge transfer complexes, electrochemical reduction of metal cations, ionization of covalent compounds, ion association phenomena, outer sphere interactions and the kinetics of Substitution reactions.
I. INTRODUCfiON
During recent decades rapid developments have taken place in the field of non-aqueous solution chemistry. This may be attributed to : first, the increased use of non-aqueous solvents as reaction media in preparative chemistry and in technological processes; and second, the ever-increasing importance of these solvents within the scope of physical chemical sturlies on the nature of solute-solvent interactions. The previous lack of eßicient models for a generalized description of solute-solvent interactions was undoubtedly due to the fact that physical chemists concentrated their efforts for many years on aqueous solutions or at best on a few closely related solvent systems. Thus, only when scientists began to study suitable model reactions in a variety of non-aqueous media with widely different properties has it become possible to establish generalized relationships between chemical reactivity and solvent properties, to test critically existing theories, and to develop new and more eßicient models.
The main problern in solution chemistry is the characterization of ionsolvent interactions. It is well known that single ion solvation quantities cannot be determined by purely thermodynamic methods. Consequently, numerous attempts have been made to calculate these quantities by means of electrostatic models. Owing to the systematic investigation of chemical equilibria and chemical kinetics in various non-aqueous solvents, it is now recognized that these models alone are usually inadequate. Ion-solvent interactions may involve considerable contributions from covalent bonding, which cannot be accounted for by purely electrostatic models. The use of structural electrostatic models, in particular, requires a number of parameters such as solvation numbers, ion-molecule distances, and charge distribution within the solvent molecules, which are usually not known with sußicient accuracy or are frequently not known at all.
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A basic difficulty associated with the use of even very elaborate electrostatic models arises from the fact that solvation energies of ions are numerically large, whereas differences in solvation energies of a given ion in different solvents are comparatively small. Consequently, small errors in the parameters used may introduce very large errors in the calculation of solvation energy differences. Unfortunately, it is just these small differences in solvation energies which are responsible for the characteristic individual behaviour of the solvents. It is therefore apparent that there.is a strong need for new, more efficient models.
In recent years research activities have concentrated in two main areas. First, the evaluation of single ion solvation quantities by means of extrathermodynamic methods; and second, the characterization of ion-solvent interactions by use of coordination chemical models.
Extrathermodynamic methods are based on structural considerations, which make it possible to separate thermodynamic data of electrolytes, obtained by classical methods, into their ionic components. Strehlow in 1960 proposed that the redox potentials of structurally related redox couples such as ferrocene-ferricinium ion, should be essentially independent of the solvent 1 . Such models have been successfully used in electrochemical studies 2 • Other methods rest on the assumption that enthalpy or free energy changes associated with the transfer of a solute from one solvent to another will be nearly equal for structurally analogous ions or molecules. Examples include pairs of structural analogues such as [ As(C 6 5 . The importance of the extrathermodynamic approach will be treated in detail in the discussion of anion solvation.
The coordination chemical approach to chemical interactions is based on the idea that most chemical reactions, including solute-solvent as well as solute-solute interactions, can be considered as acid-base reactions involving the formation of more or less covalent bonds between the reacting species 6 • 7 • According to this concept, it should be possible, at least in a qualitative way, to establish general relationships between chemical reactivity and solvent properties, provided that suitable quantities can be defmed, which represent a measure of the coordinating properties of the solvents.
This article deals with the application of the coordination chemical approach and the extrathermodynamic approach to fundamental chemical equilibria and the kinetics of chemical reactions in donor solvents. A number of important solvents such as water or the alcohols exhibit well-developed donor and acceptor properties and will also be treated in appropriate places.
II. SOLVATING POWER OF DONOR SOLVENTS TOWARDS
LEWIS ACIDS The most characteristic property of donor solvents is the preferential interaction with Lewis acids in the broadest sense of this term.
In an attempt to find a measure of the donor properties of base molecules, Lindqvist determined heats of adduct formation of various dononnolecules IONIC EQUILIBRIA IN DONOR SOLVENTS with antimony pentachloride as reference acceptor in the solvent 1,2-dichloroethane8. The wide applicability of this approach was realized by Gutmann, who further developed this concept and later introduced the term donor number or donicity for the negative AH value of adduct formation 9 • 10 • Donor numbers are now available for a large number of inorganic and organic solvents and are listed in Table 1 together with the dielectric constants. Owing to the fact that 1,2-dichloroethane is a very weakly coordinating solvent, donicity values represent a measure of relative base strength (EPD strength), which is essentially independent of specific solvation effects, in cantrast to pKb values, which are usually determined in water*. The use of donicity values is based on the idea that coordination chemical reactions can be considered as substitution reactions in which solvent molecules are replaced by competitive ligands, and that the relative order of donor strengths observed towards antimony pentachloride is essentially independent of the nature of the acceptor groups. The latter assumption has indeed been confrrmed for both neutral and cationic acids 6 • 10 • An example is provided by the interaction of iodine with base molecules. In Figure 1 heats of adduct * The following abbreviations will be used throughout this article: EPD = electron pair donor, EPA = electron pair acceptor. 19 The magnitude of the shift increases with increasing donicity of the solvent. This correlation allows a rapid and simple estimation of the base strength of solvent molecules. The results which have been observed in the interaction of iodine and trifluoroiodomethane with solvent molecules are interesting also from the theoretical point of view in that they show that the coordination chemical approach can be successfully applied even to weak molecular interactions44· 56 • In contrast, the observed relationships cannot be accounted for either in terms of Mulliken 's theory of charge transfer interactions or on the basis of elementary electrostatic models.
The application of the donicity concept to cation solvent interactions has been demonstrated by polarographic measurements on various metal ions in a large number of non-aqueous solvents 13 · 14 . Figure 3 shows the basic relationship between redox potential and solvation energy for the reduction of a metal cation at the dropping mercury electrode:
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(1) According to equations (1) and (2) the half-wave potential for the reversible reduction of a given ion is merely a function of the free energy of solvation. Exrrimental results for the reversible reductions of Tl+ to Tl 0 , Zn 2 + to Zn and Eu3+ to Eu2+ are represented in Figure 4 . With increasing donicity, half-wave potentials are generally shifted to more negative potential values. This means that the cations are increasingly stabilized with increasing donor strength of the solvents. Negative shifts observed in the reduction of Eu3+ to Eu2+ are due to the fact that Eu3+ is a much stronger acceptor than Eu2+. Consequently, Eu3+ is increasingly stabilized as compared with Eu2+, with lncreasing donicity of the solvent.
Comparison of the reduction curves for Tl+ and Eu 3 + suggests that the ordering of redox couples within the electromotive series may depend on the donor strength of the solvent. Half-wave potentials for the reduction of Eu 3 + decrease more rapidly than those for Tl+. This corresponds to an increase in reducing power of Eu 2 + as compared with Tl 0 , with increasing donicity of the solvent. Calculation of standard redox potentials from halfwave potentials of course requires the knowledge of the free energies of amalgamation.
In order to eliminate the variable influence of liquid-liquid junction potentials, half-wave potentials in Figure 4 have been referred to bisdiphenylchromium(l)iodide. Since this compound is unstable in water (the same applies to the ferricinium ion), it is difficult to obtain reliable half-wave potentials. Estimates, however, clearly reveal that half-wave potentials in water are more negative than would be expected according to its donicity (DN = 18) 2 • 14 • The following explanation has been offered to account for this behaviour 14 • Desolvation of a metal cation on reduction Ieads to an increase in entropy. Since water is a highly structured liquid, the increase in entropy will be considerably smaller than in aprotic solvents. Consequently, the half-wave potential is shifted to more negative values. In addition, a second effect is operative. Coordination of water molecules to strong EPA units Ieads to an increase in the acidity of the hydrogen atoms. Outer-sphere interactions between the acidic hydrogen atoms and additional water molecules Iead to an increase in electron density at the oxygen atoms immediately coordinated to the metal ion :
As a consequence, the effective donor strength of the solvent molecules is enhanced as compared with that ofthe unassociated molecules 14 • Obviously both effects are interrelated and are generally characteristic of solvents with well-developed amphoteric properties.
It should be mentioned that in Figure 4 an enthalpy quantity (DN) has been related to a free energy quantity. Such a correlation can be expected only if either variations in the entropies of solvation are small or the entropy is approximately linearly dependent on the enthalpy term.
Finally, it should be mentioned that in a number ofcases exceptions have been observed from the donicity rule. Coetzee, for example, has shown that nitrile solvents exhibit an unusually high atfmity towards Ag+ and particularly cu+ 15 results show that donor solvents may differ considerably in their solvating power towards anions. Hence, chemical equilibria and reaction rates not only will depend on the donor properties of the solvents but may also be strongly influenced by differences in the anion solvating power 18 • 19 . The solvating properties decrease in the series:
The strong solvating properlies of water and the lower alcohols are due to the formation of hydrogen bonds. On the other band, anions are only poorly solvated in acetone, DMA and HMPA. The weak anion solvating power of HMPA arises from the fact that the positive centre of the dipole molecule is completely surrounded by donor atoms. The solvating properties of PDC, AN, DMSO and TMS are hardly differentiated. Nitromethane is a good solvating solvent for anions owing to the electron-attracting power of the nitro group.
Comparison of Tables 1 and 2 reveals that, contrary to what would be expected from macroscopic electrostatic models, there is no relationship between the free energies of solvation and the dielectric constants of the solvents.
IV. IONIZATION OF COV ALENT COMPOUNDS. THE ROLE OF THE DIELECTRIC CONSTANT
Ionization of covalent substrates is a fundamental process in solution. In the earlier Iiterature it is frequently stated that this process is primarily dependent on the dielectric properties of the medium. In fact, it is predicted from macroscopic electrostatic models that ions are increasingly stabilized with increasing dielectric constant of the solvent 20 · 21 .
Systematic investigations on the ionization of covalent compounds have clearly revealed that differences in the degree of ionization of a given substrate are primarily determined by the coordinating properties of the solvents 22 -24 . This is due to the fact (see Section VIII) that free energy changes associated with the dielectric polarization of the solvent molecules in the field of the ions are numerically large, but rather unspecific as compared with the energy changes associated with specific ion solvent interactions in the inner solvation sphere. These· specific interactions cannot usually be rationalized by electrostatic theories; however, they can frequently be described on the basis of the coordination chemical model.
In general, ionization of a covalent compound proceeds in two steps13,1S, 22:
Equations (3)- (5) refer to donor, acceptor and amphoteric solvents, respectively.
In each case the reaction between the substrate and the solvent molecules leads to the formation of an ion pair, which then undergoes dissociation into free ions.
Step 1 is characterized by the ionization constant K 1 and is primarily a function of the specific solvating ( coordinating) properties of the solvent.
Step 2 is characterized by the dissociation constant Kd and is mainly determined by the dielectric properties of the solvent, provided that the constituent ions ofthe ionpair do not undergo strong specific interactions with the solvent molecules. Otherwise even Kd may be influenced by specific solvation effects, as will be shown in the discussion of ion pair association and outer-sphere equilibria.
Under favourable conditions K 1 and Kd may be determined separately by use of different experimental techniques. In solvents with high dielectric constants (e.g. in water) ion pairs are usually unstable and the substrate is directly converted into free ions. In this case K 1 and Kd cannot be determined separately and the ionization process is best characterized by the classical dissociation constant Kclass• which, by definition, equals the product of K 1 and Kd:
Cx+ X Cy-
If, on the other band, ionization takes place in a strongly coordinating solvent with low dielectric constant (e.g. tributylphosphate), then only solvent separated ion pairs will be formed. In this case the classical dissociation constant is misleading and the ionization process is best characterized by K 1 , The foregoing considerations show that caution should be observed U. MAYER in the use of classical dissociation constants as a measure of acid or base strengths in solvents of different dielectric constants. Small 'ionization constants' sometimes observed in strong basic media with low dielectric constants (e.g. pyridine) may actually turn out to be dissociation constants owing to the fact that the substrate is fully ionized but that the ions formed are strongly associated. Under suitable experimental conditions it is possible to study ionization reactions without interference from the variable dielectric properties of the pure solvents. An example is provided by the ionization of trimethyliodostannane. This reaction has been studied conductometrically in nitrobenzene solution by addition of increasing amounts of various donor solvents 22 • Ionization proceeds according to the following scheme:
Since nitrobenzene is present in excess during the titration, the dielectric constant of the medium remains essentially constant. Hence, the molar conductances represent a direct measurement ofthe st~gth ofthe coordination chemical interaction between the trimethyltin cation and the donor
Csn(CH 3 ) 3 1 Figure 5 . Molar conductivites of trimethyltin iodide (c = 7 x 10-2 mol/1) dissolved in nitrobenzene on addition of increasing amounts of various donor solvents molecules *. In pure nitrobenzene, which is a poor donor, trimethyliodostannane is present un-ionized. Since nitrobenzene has a fairly high dielectric constant (e = 34.8), this indicates that the dielectric constant alone is not sufficient to effect ionization. Figure 5 reveals that the molar conductances at a given mole ratio of donor to substrate increase with increasing donor strength of the solvent molecules. The only exception is pyridine. A similar observation has been made in studies on Lewis acid-base interactions by Drago 2 '. He pointed out that the reduced donor strength of pyridine may be due to a specific interaction of its 1t electron system with the 1t electrons of the nitrobenzene molecules. Similar results have recently been obtained for trimethylsilicon and trimethylgermanium halides 26 . Again, the extent of ionization increases with increasing donicity. In strong EDP solvents, such as HMPA, DMF or pyridine, Si(CH 3 hi is completely ionized with formation of stable siliconium ions [Si(CH 3 ) 3 .EPD 2 ] + and r. This appears interesting, since at present very little is known about the existence of stable siliconium ions in solution27-29.
• The variation of K 4 with the radius of the solvated cation is negligible.
V. ION ASSOCIATION PHENOMENA
Formation of ion pairs or higher ionic aggregates (triple ions, etc.) is a very common and characteristic phenomenon in non-aqueous media. Two types of ion pairs are usually distinguished, namely 'contact ion pairs' and 'solvent separated ion pairs'.
In many cases there appears to be no basic difference between the electrolytic behaviour of 'contact ion pairs' and the ionization of covalent compounds. Recent x-ray investigations, for example, have shown that covalent bonding must be involved in the interaction between alkali metal ions and various carbanions derived from unsaturated carbohydrates 30 • Such ion pairs may therefore equally weil be considered as un-ionized species 6 · 14 • Results ofspectroscopic studies on solutions oflithium and sodium fluorenide in a few solvents are listed in Table 3 .
Comparison of the extent of ionization reveals that the electrolytic behaviour primarily depends on the donor properdes and not on the dielectric constants or the dipole moments of the solvents. The influence of anion solvation is expected to be small, owing to the high degree of charge dis- persion within the carbanion. Lithium fluorenide is fully ionized in DMSO and also in pyridine, although pyridine has a lower dielectric constant and a smaller dipole moment than DMSO. Both solvents are very strong donors. Since DMSO has a high dielectric constant, ionization in this solvent Ieads to the formation of free ions. In contrast, separated ion pairs are formed in pyridine, which is a strong base but a weak dissociating medium. Ionization oflithium fluorenide is incomplete in tetrahydrofuran, which is a moderately strong donor. However, the percentage of solvent separated ion pairs formed is much higher than would be expected according to the low dielectric constant and the small dipole moment of this solvent.
Sodium fluorenide is also fully ionized in DMSO and pyridine. In THF the extent of ionization is much smaller than in the case of Iithium fluorenide. This is due to the fact that the sodium ion is a much weaker acceptor than the Iithium ion. Hence, the influence ofthe coordinating properties ofthe solvent is decreased as compared with the influence of purely electrostatic interactions. This should particularly apply to caesium fluorenide, which can presumably be considered as the limiting case of a true contact ion pair. 'Contact ion pairs' have further been detected in solutions of various alkali metal halides in weakly coordinating solvents such as nitromethane, acetone or propanediol-1,2-carbonate (PDC). Recent conductometric measurements have shown that Iithium halides are associated in PDC but are fully ionized in hexamethylphosphoric amide (HMPA) 33 the Cl-ion is a stronger donor than PDC. Hence, the PDC molecules can be easily replaced by Cl-ion in the solvation shell of the u+ ion with formation of the un-ionized species LiX. On ionization, these species (which are of course solvated) are directly converted into free ions, owing to the high dielectric constant of the solvent. The behaviour of Iithium halides in PDC is therefore entirely analogous to the behaviour of, for example, acetic acid in water. In contrast, Iithium halides are fully ionized in HMPA. HMPA is a stronger donor than the solvated Cl-ion, so that the Li+ ion is surrounded by a tight solvation shell. Ion pairs are at the same time fully dissociated, owing to the large effective radius of the solvated cation. The importance of the coordination chemical approach and the failure of elementary electrostatic models has been further demonstrated in numerous spectroscopic investigations on 'contact ion pair' equilibria. Popov, for example, has shown that LiClO 4 is present as contact ion pairs in nitromethane35. On addition of acetone, solvent separated ion pairs are formed with four molecules of acetone coordinated to the Li+ ion. This is due to the higher donicity of acetone (acetone: D N = 17.0; nitromethane: D N = 2. 7). The reverse behaviour would be expected according to the dipole moments (acetone: J.l = 2.88 Debye; nitromethane: J.l = 3.57 Debye).
Similar results have been obtained by Edgell and Popov in solutionsturlies on cage vibrations of alkali metal salts. Band frequencies are nearly independent of the nature of the anion in solvents with high donicities such as DMSO, pyridine or 1-methyl-2-pyrrolidone, but are strongly dependent on the anion in comparatively weak donor solvents such as acetone 3~2 • Electrostatic models may be applied when the ions are either coordinatively saturated or do not undergo strong specific interactions with the solvent molecules 18 • Fuoss and Eigen have derived the following equation, which relates the ion pair association constant to the dielectric constant of the solvent and the centre-to-centre distance a of the ions within the ion pair:
[z1z2e 2 J a••-3000 exp eakrAssociation constants of tetrabutylammonium iodide are listed in Table 4 35.9) . This is undoubtedly due to specific solvation of the Cl-ionvia hydrogen bonds. Again, this'behaviour cannot be rationalized by elementary electrostatic considerations. Both the dielectric constant and the dipole moment are smaller for methanol than for acetonitrile or nitromethane. Figure 7 shows that half-wave potentials are shifted to more positive values on addition of hydroxylic solvents. This is due to the fact that the nitrogen atoms in the hexacyanoferrate(ll) ion are more basic than in the hexacyanoferrate(lll) ion. Thus, the reduced species is more strongly stabilized by outer-sphere interaction with EPA molecules than the oxidized species. As expected, shifts increase in the series H20 > CH30H > C2H 5 0H corresponding to the increasing EPA properties ofthese molecules. Clearly, this behaviour cannot be explained by elementary electrostatic models. In the case of methanol and ethanol the reverse behaviour should be expected, since addition of methanol and ethanol to PDC decreases the dielectric constant of the solvent mixture.
VI. OUTER-SPHERE INTERACTIONS
A particularly instructive example of outer-sphere interactions is provided Methanol behaves as a rather weak donor (see Section VII} but acts as a very strong solvating solvent towards anions, owing to its ability to form hydrogen bonds. In contrast, Kout is largest in sulpholane, which is the weakest donor in the series. Note that Kout in sulpholane is larger by more than two powersoften than in methanol, which indicates complete failure of elementary electrostatic models in these systems. Sulpholane has a higher dipole moment and a higher dielectric constant than methanol.
VII. KINETICS OF SUBSTITUTION REACTIONS
Recent investigations of the kinetics of substitution reactions of various metal complexes have established a close relationship between chemical reactivity and solvent coordination properties.
Substitution reactions of octahedral complexes of the type have been investigated by Hoffmann and co-workers 57 -59 . L denotes a solvent molecule and x-an anionic substituent. These reactions are considered to proceed by a two-step mechanism with rapid formation of an encounter complex and subsequent dissociation of the ligand to be substituted60. The latter step is considered tobe rate-determining: Figure 8 shows the relationship between dissociation rate constant k_ 1 lncreasing donicity of L leads to an increase in electron density at M and therefore to a decrease in the EPA properties of group ML 5 • Consequently, the M-X bond is increasingly weakened with increasing donor strength ofL 43 .
IONIC EQUILJBRIA IN DONOR SOLVENTS
The relationship between chemical reactivity and coordinating properties of the solvents is further demonstrated by the reaction between SbC1 5 and PhJCC14J, 61 :
The rate-determining step of the reaction is believed to be the rupture of the coordinate bond between antim.ony and the solvent molecule 61 • Figure 9 reveals that the over-all rate constant k 12 for formation of the hexachloroantimonate ion increases with decreasing donicity ofthe solvent. No strictly linear correlation is observed. In fact, k 12 is a composite constant and may therefore contain contributions from other solvent properties. As previously stated, outer-sphere interactions between Co(III)-ammine complexes and bases are due to the acidic nature ofthe ammine hydrogen atoms. It is therefore expected that outer-sphere interactions play an important role in the kinetic behaviour of these complexes.
Rates of solvolysis and isomerization of cis-and trans-[ Co(enhC1 2 ] + have been determined by Watts et al. in a number of aprotic and protic solvents and have been discussed in terms of Parker's solvent activity coeßicients 62 • The authors arrive at the conclusion that isomerization in methanol and sulpholane proceeds by an SNl mechanism, but that solvolysis in DMF and DMSO probably involves a bim.olecular substitution step. On the other hand, it is known that most substitution reactions of Co(III) complexes can be understood in terms ofLangford's dissociative interchange (IJ mechanism 63 • 64 • In this mechanism substitution is preceded by rapid formation of an encounter complex followed by the rearrangement of this complex in a rate-determining dissociative step 65 • In view of the results obtained in the polarographic reduction of [Co(enh] 3 +, which have clearly revealed the importance of outer-sphere coordination at the acidic hydrogen atoms, an attempt has been made to reinterpret the work of Watts. Data from reference 62 have been recalculated using improved solvent activity coefficients for Cl-and are listed in Table 6 are shown in Figure 10 . Figure 1 O . . [Co(enhCl 2 ]+ is more strongly solvated in DMF than in water. This must be ascribed to the dominating influence of outer-sphere coordination at the hydrogen atoms of the complex cation, DMF behaving as a much stronger donor than water. The expected influence of outer-sphere coordination at the chlorine atoms is comparatively small, because the base properties of the chloride ions are strongly reduced by coordination to the Co(III) ion. In the transition state the leaving Cl-ion carries a high negative partial 309 charge. Since water is a strong hydrogen-bonding solvent, it was proposed that in the case of a SN1 mechanism the transition state cation should be more strongly solvated in water than in DMF 62 . This argument is true but does not allow for the influence of outer-sphere coordination at the hydrogen atoms. Development of positive charge at the coordination centre of the transition state cation increases the acidity of the hydrogen atoms. Consequently, if there were no simultaneous influence of solvation of the leaving Iigand, the energy dift'erence !lp should be considerably greater for the transition state than for the ground state. This is indicated in Figure 1 O(a) The situation in methanol and DMF is consistent with this behaviour. DMF is a stronger donor than TMS, so that the increased outer-sphere EPD effect at the hydrogen atoms is just sufficiently large to nullify the effect of increased anion solvation in methanol. Consequently, !lp remains essentially unchanged in going from the ground state to the transition state.
The same over-all pattem is observed if DMF is replaced by DMSO in Figures lO(a) and lO(d) . lt therefore appears that, in view of the important role of the outer-sphere EPD effect, the kinetic behaviour of [Co(enhC1 2 ] + in different solvents is at least not inconsistent with a common SN1 transition state model.
An interesting observation is made, if the relative stabilities of cis-[Co(enhC12] + are compared in different solvents. As previously stated, methanol and water apparently behave as weaker donors than sulpholane. On frrst consideration this appears tobe in contradiction with the coordination chemical approach, since the donicity of sulpholane is lower than the donicities of methanol and water. However, it appears that in the case of methanol and water the interaction energy between a solvent molecule and a polarized hydrogen atom of an ethylenediamine group is not sufficiently high to overcome the hydrogen bond energy of the associated molecules. This implies that in the case of associated liquids donicity values as determined towards excess SbC1 5 in 1,2-dichloroethane cannot be confidently used as a measure ofthe donor properlies ofthe solvent. In fact, in associated liquids the effective donor strength of the molecules turns out to be a function ofthe acceptor (EPA) properties ofthe substrate. Strong EPA units may cause reorientation of solvent molecules. Owing to outer-sphere interactions between solvent molecules of the inner and outer hydration shells, the effective donor strength of the solvent molecules may considerably exceed the EPD strength of the isolated (unassociated) molecules. If, on the other hand, the interaction energy between substrate and solvent molecules is small as compared with the energy of the bridge bonds, then the solvent will behave as a much weaker donor than would be expected according to its donicity.
These effects appear to be of general importance for the understandins of chemical equilibria and reaction rates in amphoteric solvents or mixtures of amphoteric and non-amphoteric solvents. In such solvent systems donicity values cannot be used with confidence but are still useful, since deviations from the expected behaviour may serve as a diagnostic tool for the nature of substrate-solvent interactions.
Vlll. QUANTITATIVE TREATMENT OF CHEMICAL EQUILIBRIA AND REACTION RATES
So far, the discussion has been restricted to a qualitative consideration of chemical reactions. A new approach, based on coordination chemical and extrathermodynamic considerations, has recently been developed which allows a quantitative treatment of chemical equilibria and reaction rates 67 • The applicability ofthis approachwill be discussed by means ofthe trichlorotetrachlorocobaltate(JJ) equilibrium in various non-aqueous solvents:
Thermodynamic data for reaction (6) are listed in Table 7 . The data show that the stability of the tetrachlorocobaltate(II)ion on the whole decreases with increasing donicity of the solvents. The ion CoCii-is most stable in NM, which is a poor donor, and is least stable in DMF and OMA, which are stronger donor solvents. Intermediate values of K~ are observed in solvents with medium donor strength, namely BN, AN and acetone. On the other hand, a number of irregularities can be observed. For example, CoCli-is more stable in acetone than in AN, although acetone U. MAYER is the stronger donor. The same applies to DMF and DMA. The behaviour ofwater appears tobe quite irregular. Although water has a donicity similar tothat of acetone, CoCii-is unstable in this solvent 69 • These irregularities reveal that, besides the EPD strength of the solvent, there are still other factors which contribute to the stability of the complex ions. This is illustrated by the thermochemical cycle (8) , which shows the relationship between the standard free energy offormation ofthe tetrachlorocobaltate ion in solution an.d in the gas phase.
The following equation is obtained:
It is realized that ~as depends on ~G~g)' on the free ener~ies of solvation of the anionic species and on the standard free energy ~Gvp of vaporization. In contrast, ~G~gJ only depends on the donor properties of the solvent. This can be shown by resolving reaction (10) into the component reactions (11) and (12) :
[CoCl3](;> + Cl(;>-[CoCl4]tg), ~H"
~H' is expected to be directly proportional to the donicity of the solvent molecules:
The coefficient f represents a measure of the acceptor strength of the gaseous CoCl3 ion relative to SbCl5.
According to
one obtains (15) Since the entropy change ~~s> always refers to the same type of gas phase reaction, it may be considered as approximately constant for different molecules S. Consequently, the free energy difference of the gas phase reactions for a solvent S and a reference solvent R is given by :
IONIC EQUILIBRIA IN DONOR SOL VENTS or (17) The corresponding free energy difference for the formation of CoCli-in solution is obtained from equation (9) :
Using the same nomenclature as in equation (16), equation (18) reduces to:
As previously stated (see Section 3, Table 2 ), the free energies of solvation of the chloride ion can be determined by means of extrathermodynamic methods. The standard free energies of vaporization are given by equation (20) , in which rJ denotes the equilibrium vapour pressure of the solvent S at
Values ßßGvp have been calculated for various solvents and are listed in The remammg terms in equation (19), namely ßßG.v(CoC13.S-) and ßßG • ..(CoCli-). cannot be experimentally determined. However, it can be theoretically shown that these quantities are related to the free energy of solvation of the chloride ion 67 • The basic concept of the theory can be illustrated best by considering the curves for the polarographic reduction of metal ions, shown in Figure 4 . As previously stated, the free energy change ßGred for the reduction of a given metal ion depends on the free energy of solvation ßG • ..(Mz+). Consequently, the difference in free energies for two different solvents sl and s2 is given by:
• In &&G,.(CoCI3 • S -), the symbol S stands both for the solvent Sand the reference solvent R.
or (22) Since, according to Figure 4 , ßGred is an approximately linear function of the donicity DN, one might expect that the solvation enthalpies ßH • ..(Mz+) of a given metal ion in different solvents are directly proportional to the donicities of the solvents: ( 
23) or
However, it can be easily demonstrated that equation (23) is incompatible with the experimental findings. Let us assume that a divalent metal ion is reduced on the one band in water and on the other band in a very poor donor solvent such aS-nitromethane. If equations (23) and (24) were correct, the free energy difference ßßGred should roughly correspond to the hydration energy ofthe metal ion. The latter value amounts to about 400-500 kcal/mol, which corresponds to a potential difference ßEred of about 10 V. In fact, the experimental values are lower by a power of ten. This clearly shows that only a small fraction of the energy change associated with the transfer of an ion from the gas phase into the solution can be ascribed to specific ion solvent interactions. The main contribution to the solvation energy undoubtedly arises from the dielectric polarization of the solvent molecules and in principle may be described by the Born equation (2.5) or suitable modifications thereof
The main point is that this energy contribution is large, but unspecific as compared with the energy changes associated with the specific ion solvent interactions. Consequently, ßGdv(Mz+) may bebest represented by 67 :
The term [ßG.v(Mz+)J.P (dp = dielectric polarization) is considered to be approximately constant for solvents with similar dielectric constants. The specific interaction energy term [ ßG • ..(Mz+)]•P may be represented by equation (27) , which has been obtained from coordination chemical considerations : (27) The functions c/J 1 and c/Js depend only on the nature ofthe ion and the solvent, respectively 6 7 • 
IONIC EQUILIBRIA IN DONOR SOLVENTS
Applying the same considerations to the trichloro-tetrachlorocobaltate(ll) equilibrium, one obtains:
According to equation (27) , the specific solvation energy term for the tetrachlorocobaltate(ll) ion can be represented as:
The coefficient a 1 is independent of the solvent Similarly, the free energy of solvation of the trichlorocobaltate(ll) ion can be related to that of the chloride ion by introducing a coefficient a 2 which is again independent of the solvent. However, the free energy of solvation ofthe trichlorocobaltate(ll) ion contains an additional term, which arises from the interaction of the coordinated solvent molecule with bulk solvent molecules. This term is apparently related to the standard free energy ofvaporization ofthe solvent. Since the coordinated solvent molecule is partially shielded by the CoC13 group, the interaction energy must be smaller than ~G~P and may therefore be represented by 67 : 
The coefficient ß 2 is tentatively assumed tobe independent ofthe solvent.
The total free energy of solvation of the trichlorocobaltate(ll) ion is then given by:
Applying equations (28)- (32) to a reference solvent R, one obtains for the differences of the solvation energies:
Substituting equations (34) and (35) into equation (19) , one obtains:
* See footnote to equation (19) . The coefficient a = 0.53 is composed of the constants tx 1 and tx 2 , which are related to the charge distribution within the corresponding complex ions 67 • The results are graphically shown in Figure 11 , in which the right-hand side of equation (39) has been plotted against L\DN. Unlike the free energies of formation in solution, the free energies of formation in the gas phase --+-flDN Equation (39) can also be used to calculate equilibrium constants for other solvents, provided that the quantities tillN, MG.v(Cl-) and MG are known. This is particularly useful in the case of water, since the stJ,ility constant cannot be directly determined in this solvent. As previously stated (see Section VII), the donicity of liquid water is not known with certainty.
However, a reasonable estimate may be obtained by use ofthe value DN = 18 for the unassociated solvent molecules. For DN = 18 a value MG( 11 l = 1.3 kcal/mol is obtained from Figure 11 . Using the values MGvp = 0.78 (ref. 67) and MG.v(Cl-) = -8.71 (Table 2) , one derives äGwater = 1.60kcal/mol or K;ater = 6.7 x 10-2 1/mol. These values show that, in water, the tetrachlorocobaltate(II) ion is indeed less stable than in DMF, DMA, DMSO or HMPA, in agreement with the results of semi-quantitative measurements 69 t.
It should be noted that exactly the reverse behaviour would be expected according to the Born equation!
The foregoing considerations have been successfully applied also to the iodine-trüodide ion equilibrium 67 • Formation constants for equilibrium (40) are listed in Table 9 . (40) It is realized that the formation constants in solution are very .similar although the donor properties of the solvents are widely different. Applying the same procedure as for the trichloro-tetrachlorocobaltate(II) equilibrium, the following equation is obtained 67 : ääG(II) = 0.13 X tillN = ääG + 0.92 X ä&G.JI-) + 0.40 X MGvp (41) The results are graphically represented in Figure 12 . Again a linear relationship is observed. As expected, the equilibrium constants in the gas phase decrease with increasing donicity. The slope of the line, f = 0.132, is in excellent agreement with the value f = 0.147 obtained independently from Recently it has been shown that the model just outlined may be successfully applied also to the quantitative treatment of kinetic data 67 • Again, the trichloro-tetrachlorocobaltate(Il) equilibrium has been used as model system. Rate constants for the forward and backward reaction of equilibrium (42) are listed in Table 10 : 
In acetonitrile, for example, the entropy of activation of the forward reaction is llS* = -30caldeg-1 mol-1 . This value closely corresponds to the entropy change calculated from the loss of translational degrees of freedom, associated with the formation of the activated complex. The same value was found for the backward reaction. Apart from the kinetic results, there are many examples of stable pentacoordinate Co(ll) complexes. This suggests that the activation energy will be considerably lower for a pentacoordinate transition state than in the case of a dissociative mechanism. According to Eyring's theory of the activated complex, an equilibrium exists between the activated complex and the reactants, which may be described by thermodynamic methods. This is illustrated by the thermochemical cycle (44) , which applies to the forward reaction.
The following relationship is obtained for the free energies of activation in the gas phase and in solution :
The corresponding free energy differences for a solvent S and a reference solvent R are given by:
As with equation (35) the free energy of solvation of the transition state anion is related to the free energy of solvation of the chloride ion and the standard free energy of vaporization of the solvent:
The term -ß 3 x ßßGvp represents the free energy contribution originating from the interaction of the solvent molecule in the transition state anion with bulk solvent molecules. Substituting equations (35) and (47) into (46), one obtains : 
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The free energy change ofthe gas phase reaction (52) is related to the donicity of the solvent molecules:
.1G* 8 --L\H'
The terms L\H' and L\H" have the same meaning as previously. The enthalpy change L\H"' refers to reaction (54) and is expected to be proportional to the donicity of S.
The coefficient f"' represents a measure of the acceptor strength of the gaseous CoCl~-ionrelative to SbC1 5 • Substituting equations (13) and (55) into equation (53), one obtains:
For reasons previously mentioned, .1Sif<a> may be considered as approximately constant for different molecules S. Hence, the free energy difference for a solvent S and a reference solvent R is given by:
According to the Eyring theory, the free energy of activation is related to the rate constant k by :
(h = Planck's constant, N = Avogadro's number). The differences in activation energies in the gas phase and in solution are therefore given by :
and (60) Substituting equations (57), (59) and (60) into equation (49) , one finally obtains:
A similar relationship can be derived for the backward reaction by considering the thermochemical cycle (62).
Using equations (34) and (47), one obtains:
or with (66) b21 = ß3 -1 (67) The free energy change of the gas phase reaction is again related to the donicity of the solvent: this ion is a still weaker acceptor than the CoCI3 ion (f = 0.34). The coefficient b 21 = -0.6 is numerically slightly larger than the value b = 0.5 obtained for the equilibrium constants (equation 39) . This is in agreement with structural considerations. The steric requirement of the CoCI!-group (e.g. for a square pyramidal transition state) is somewhat larger than for the CoCI3 group in the trichlorocobaltate(ll) ion. Consequently, the interaction energy of the coordinated molecule with bulk solvent molecules will be smaller for the transition state anion than for the trichlorocobaltate(ll) ion.
This means that ß 3 must be smaller than ß2• A small negative value should therefore be expected for the coefficient b 12 (equation 73), which equals the difference ß 3 -ß 2 • Experimentally, the value zero has been found. As previously stated, the a coefficients are related to the charge distribution within the complex anions. Since the chloride ions are more strongly polarized in the transition state anion than in the tetrachlorocobaltate(ll) ion, cx 3 is expected tobelarger than cx 1 • Consequently, a 12 must be smaller than a, in perfect agreement with the experimental fmdings. The coefficients of equations (36) , (61) and (72) are related to each other through the basic equations (75) and (76): 
The data in Table 11 show that equations (77)-(79) are indeed satisfied within the Iimits of experimental error. Table 11 . Experimental coefficients a, b and f of equations (36), (61) Equation (74) shows that the experimental rate constants of the backward reaction are strongly influenced by the term AAG • ..(Cl-), although the chloride ion does not actually participate in this reaction. According to the present model, this is a consequence of different polarizations of the chloride ions in the transition state anion and the tetrachlorocobaltate(ll) ion. Figure 13 shows that no relationship exists between the experimental rate constants of the backward reaction and the donicity of the solvents. In contrast, a linear correlation is obtained, if the rate constants of the gas phase reaction are plotted against MJN ( Figure 14) . As expected, the rate constants increase with increasing donor strength of the solvent molecules.
• See footnote to equation (72) .
IONIC EQUILIBRIA IN DONOR SOLVENTS
A linear relationship also exists between fJJ N and the gas phase rate constants of the forward reaction (Figure 15 ). Since the acceptor properties of the [CoC1 3 • S]-ion are weakened with increasing donor strength of the solvent molecules S, the rate constants decrease with increasing donicity. The fact that the observed linear relationship covers a wide range of experimental rate constants (nearly five powers of ten !) strongly supports the previous assumption that the reaction proceeds by an SN2 mechanism. Equations . This is important in those cases where acceptor strengths cannot be directly determined.
SUMMARY
Elementary electrostatic models alone are usually inadequate for the description of ion-solvent interactions. The energy change associated with the solvation of ions can be represented as the sum of two energy terms. The main energy contribution arises from the dielectric polarization of the solvent molecules in the continuous dielectric medium. This energy contribution is large, but usually only small differences are observed for different solvents. This quantity may be estimated on the basis of continuous electrostatic models. The other energy term is due to specific ion-solvent interactions in the inner solvation shells of the ions. This energy contribution is much smaller but may show comparatively large differences in different solvents. lt is therefore mainly responsible for specific differences in the solvating power of the solvents. As far as solvation of Lewis acids in donor solvents is concerned, the specific solvation energy term can be described by means of the donicity concept. The solvation of anionic species can be described by means of extrathermodynamic models. Both models allow a qualitative and, in part, even quantitative description of fundamental chemical equilibria and reaction rates in a variety of non-aqueous solvent systems.
